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SUMMARY 03? THESIS ...3U3MITT3D.
Section 1*
(The formation of complex ions of manganese 
oxalate in the presence of soluble oxalates was 
studied by means of solubility measurements. The 
manganese oxalate (dihydrate) being prepared, and 
the analytical procedure being worked out. The 
dissociation constant^ for the auto-complex formation 
was obtained, and the previously reported value for 
the primary dissociation constant corrected.
Section 2.
Barium oxalate (dihydrate) was prepared and a 
series of solubility measurements made, using uni­
univalent and uni-bivalent electrolytes* The • 
activities were studied by means of the Bebye-Huckel 
and Bronsted equations, and it was found that better 
agreement with the theoretical requirements was 
obtained when allowance was made for incomplete 
dissociaton, than when the salts were considered 
completely dissociated. This was particularly 
marked in the case of uni-bivalent electrolytes 
(manganese and magnesium chlorides).
The dissociation constants for the latter salts 
were indirectly determined and found to agree fairly 
well with the previously obtained values.
It was shown that barium oxalate shows no 
tendency to auto-complex formation in the presence 
of soluble oxalates*
Section 3*
The available data for the solubility of barium 
bromate in salt solutions was studied, and in this 
case also, better agreement with the theoretical 
requirements was obtained when allowance was made for 
incomplete dissociation*
Section 4*
A previously published paper :
Money & Davies* Trans•2,ar*Soo.
28* 609. 1932.
The dissociation constant&of some 
bi-bivalent salts in water were calculated 
from conductivity measurements.
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Section 1.
THE FORMATION OF COMPLEX OXALATE IONS IN TEE' PRESENCE 
OF SOLUBLE OXALATE SALTS.
MANGANESE OXALATE.
Introduction.
In their study of the hydrates of Manganese Oxalate, 
Scholder and Linstrom (1) have concluded that the salt 
is present in aqueous solution largely in the form of 
an autocomplex*. This conclusion was Eased on the 
conductivity -concentration curve, which-however, has 
been re-examined (2 ) and found to he that of a typical 
we ale salt* The evidence from conductivity data how­
ever, does not preclude the possibility of complex 
formation occurring to a small degree in the saturated 
solution and he obscured by a compensation of errors 
as was pointed out t2). The object of the work now 
to be described was to test this possibility and to 
determine the extent, if any, eh the autocomplex for­
mation.
The figures obtained and presented in this paper 
show,that complex formation does occur to a small extent 
and the value of K obtained ‘was about 0*037* The 
primary, dissociation constant for Manganese Oxalate 
already given (2 ) has been corrected.
Experimental«
Preparation of Manganese Oxalate.
■The Manganese Oxalate MnOx 2HgO, was prepared-by 
the method of Scholder and Linstrom (3).
10 gms, of A.R, manganese chloride was dissolved 
in ‘200 ccs. of water, and to the boiling solution, 
solution of 11 gms, of A.R. amonium oxalate dissolved 
in 30 ccs. of water also boiling was added, On cooling, 
white octahedral crystals of manganese oxalate separated 
out. The product was thoroughly washed by decantation, 
and on analysis corresponded to.MnOx HHgO,
Solubility Apparatus.
The apparatus used for the saturation of the 
solvents used with manganese oxalate was a modifi­
cation of the apparatus due toBronsted (4 ). In­
stead of the solvent, after flowing through a 
column of the saturating salt, being collected 
outside the thermostat, the liquid was retained in 
the thermostat. The tube was in'the form of a 
"U", the bulb and column of salt as in the Bronsted 
apparatus forming one arm andbeing connected by a 
capillary tube to a wide tube forming the other arm., 
This modification greatly simplified the construc­
tion of the theromostat, but was found to have the 
disadvantage that if the saturated liquid was allowed 
to remain in the wide tube for any length of time,.
)overnight for instance) ah error due to evaporation 
was introduced, ho difference was detected in esti­
mations made when the saturating liquid had been in 
the tube for 1 , 1|-, 2= and 2 | hours, and since the 
rate of flow was kept constant, it was concluded that 
since the time the liquid was in the tube did not 
exceed 2§ hours, this error could be neglected.
The tube was immersed in a bath thermostatically 
controlled at 23°C to within plus or minus 0.01^0,
Analytical Details.
Difficulty was experienced in estimating the 
dissolved manganese oxalate with sufficient accuracy 
in such small quantities. Methods depending on the 
estimation of manganese were rejected as being too 
long and tedious when such a large number of deter­
minations were to be made. The obvious and simplest 
method was the determination of the oxalate Ion,'
Since, in water, saturated manganese oxalate is 
in the order of M/3 0 0, and 100 ccs. were being tahen 
for a determination, the titrating solution (for a 
volumetric estimation) required to be at the most^ 
1/100, Experiments were made using 1/100 potassium 
permanganate solution in conjunction with the usual 
procedure for an oxalate - permanganate titration, 
but it was found impossible to gaugge the end point 
with any degree of accuracy without introducing an 
elaborate colourimetric apparatus. It was found^ 
more convenient and accurate, to adapt the Volhard 
iodometrie m&hod (3 ) i.e. the addition of excess 
permanganate and then potassium iodide and titrating
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the liberated iodine. The method finally adopted 
being as follows:-
Reagents required.
Standardised 1 /1 0 Potassium permanganate, 
" 1/10 Potassium thiosulphate.
Potassium iodide,
30f Sulphuric acid (by vol.) 
Balance and calibrated weights.
Apparatus.
Calibrated Buretter and Pipettes,
30 ccs, conical flasks.
23O ccs, n ”
Method.
Where tha amount of oxalate to be estimated 
was small, the permanganate was diluted to 1/1 0 0, 
in other eases the 1 /1 0 solution was used directly.
The 1/10 thiosulphate was diluted to 1/200, 
this solution being prepared fresh as required,
1 /2 0 0 potassium thiosulphate was found to deteriorate 
rapidly on keeping, it was noted however, that the 
addition of 1^ of Aayl alcohol (6 ) to this dilute 
solution prolonged its life considerably, as was 
claimed by the authors. However, since 1/10 
potassium thiosulphate keeps well, it was decided 
to adopt the principle of diluting this solution 
as required.
Sufficient potassium permanganate to oxidise 
the oxalat e and provide a slight excess of p<r manganate 
was weighed out into a 30 ccs, conical flask. Tie 
excess being about 0.1 gms. for 1 /1 0 prmaaganafc e and 
10 gms, for 1/100 permanganate. The oxalate solution 
was pipetted into a 230 ccs. conical flask and 10 ccs• 
of 30fo sulphuric acid added. The solution was then 
heated to at least 80^0, and the permanganate added 
slowly through a small funnel, the ..30 ccs, flask and 
funnel'being thoroughly washed in. It is important 
that the permanganate be added slowly since a too 
rapid addition leads to the formation of a brown 
colouration and incorrect results. The 230 ccs. 
conical flask was then thoroughly cooled and exactly 
1 gm. of potassium iodide added (7 ) > the liberated 
iodine was titrated with HY200 potassium thiosulphate 
solution, 2-3 drops of \f> starch solution containing
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20fo sodium cMoride (8) being used as indicator and 
added towards the end of the reaftioi in the ordinary 
way, To obtain a good blue colour it was found ad­
visable to have the starch freshly prepared,
A blank titration of permanganate against the 
thiosulphate solution was made, 100 ccs, of water 
taking the place of the oxalate solution.
The U/10 permanganate solution was standardised 
against. A.R„ sodium oxalate, weighed out, the pro­
cedure being exactly as above.
From the thiosulphate titration the excess 
potassium permanganate taken was found, ad. hence the 
amount of permanganate used by the oxalate, and this:, 
was then expressed in terms of manganese oxalate.
This method was found to be accurate, consistent, 
and"quite rapid, . The end point could be obtsi ned and 
reproduced to 1 or 2 drops of the M/200 thiosulphate,
Preparation of solvent solutions.
The salts used in preparing the various solvent 
solutions used in the course of the investigation were 
in all cases of TlAnalytical Reagent11 purity, and the 
solutions were prepared by accurately weighing out 
sufficient salt to prepare a litre of the solution of 
greatest strength required, and dissolving in a flask 
graduated to hold 1000 ccs. at 2^0. Other solutions 
of the same salt were then prepared by suitable dilut­
ions of this solution, pipettes calibrated at 23°C. 
being used for this operation. By this means it was 
unnecessary to introduce a correction for the tempera­
ture of the solution when it was subsequently analysed.
The solvent solutions were standardised by standard 
analytical methods before use.
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Example of •procedure,
As an example of the full analytical procedure 
the estimation of the solubility of manganese oxalate • 
in 0 .2 ¥ potassium oxalate solution is given in detail,
About 18,4 gms, of A.R. potassium oxalate was 
weighed out and dissolved in water, and' the solution 
transferred to a litre flask immersed in the thermo­
stat at z y C and made up to the mark with distilled 
water at 2^ 0 , ,
The saturation tubes were washed out four or five 
times with the solution, the rate of flow through the 
saturating column being adjusted to be about 2,5 ccs, 
in an hour, Finally 20 ccs, of solution were with­
drawn and the estimation given below was performed,
Two more estimations (not given) were performed after 
the solutions had. been allowed to run through the 
tiibes twice, in order to ensure saturation. This 
operation was unnecessary except as a check, as the 
solution was saturated when flowing at the rate above.
20 ccs, of the 0 . 2 1 potassium oxalate were also 
standardised in duplicate, the results of both experi­
ment s are given below:-
The 1/10 potassium pe rmanganate was found, to le 
equivalent to O.OO91365 gms, of the potassium oxalate 
used,
1 ec of 1 /200 thiosulphate was equivalent to 
0.052473 gms, of potassium permanganate solution,
(1), Standardisation of 0.21 potassium oxalate solution,
Estimation Estiimt icn 
Bo «I ? le-,1 1,
1/10 permanganate soln,weighed out.41.6433 41.4361 gm$
■Titration 1/200 thiosulphate. . 32.7 27. 3 ccs
Permanganate thi0suLphate. 1.71 60 1.4588 gms
Permanganate soln, used in )
oxidising 20 ccs, of solution.) 39,921 ^9*977 gms
K 10x. in 1000 ccs, of solution, 18,355 18.377 gms
Mean value. 18.566 gms.
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(2 ). MMimlnation^p-f_.total oxalate after passing tTwr-n-ngh 
i&g- sp In b i l l .
Estimation Estimation 
Bo.II.E'o. I,
45.1707
27.05
1.41.95
)
45.3419 gms 
2 9 .6 ccs 
1.5533 gms
B / 1 0 permanganate weighed out,
Titration E/200 thiosulphate,
Permanganate 2thiosulphate,
Permanganate solution used in
oxidising 20 ccs. of oxalate solution)2). 114 20 ,129 gms.
Mean value 20,121 gms,
.Hence dissolved manganese oxalate s 1,755 gms, Pot.Oxalate 
i,e, 1.755 multiplied by 142.9 = 1.3617 gms,
114.2
Hence, in a solution of potassium oxalate containing 18,366 
gms,per litre, manganese oxalate is soluble to the extent of 
1.5617 gms,per litre,
The full range of results is given in table Bo ,1,
TABLE Ho.l.
Cone, of
------------- i
Cone, of
Salt. S a bursting Manganese
Salt in Oxalate
G.M./litre, G.M./litre.
— — 0.002160
Potassium 0.1994- 0.009529
Oxalate.- 0,1193 0.006065
0.0405 0.002869
Sodium 0# 241 0.01097
Oxalate. 0,1600 0 .007708
0,07306 0.004624
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Discussion of results.
,4s -Shown: in a previous paper (£>, the results , 
of conductivity experiments led to the value 1 .3 x 10 
for .the dissociation constant of manganese exalate, 
and in addition failed to give any evidence of com­
plex formation, hut as was pointed, out it was possible 
that a small amount of auto-complex formation might 
take place and. the effect he masked by a compensation 
of errors. If this is so, and some complex formation - 
does occur, then the value of K will be too high.
The figure-s given in- table E'o.l, were obtained to 
test this, the results 'are- shown graphically in - ■ 
curve ho.1 , while for comparison a curve is inset 
showing the solubility.of barium-oxalate in ammonium 
oxalate solutions. In the latter case, the curve 
follows the usual form for^the solubility §f IP: 
salt in a solution containing & common ion.
This is very different from the form of the 
curve for manganese oxalate, which shows a rmsing 
solubility as the oxalate concentration increases.
The only explanation of this phenomenon is that 
complex formation occurs and the most probable 
manner for this to take place is according to the 
equation :- • ’
MnOx -r Ox", s* Mn(0x)g
As will be seen from figure 1, the line while 
curved at first, becomes linear over a wide range 
of oxalate concentrations but curved again at high' 
oxalate concentrations. No explanation has been
found for this curving at high concentrationsI it 
is possible that the assumption (MnOx) - const, fail 
rs-r* *»+■. *hn .dUpy* ff®nnr»e-nt.rations some (MnOx»)f>TT is
formed.
As will be seen later, the curve becomes linear 
at lower oxalate concentrations at the point vuere 
the simple ionisation is completely suppressed.
This suggests a simple- method of calcuhting the 
dissociation constant of the complex ion as follows:-
The saturated solution of manganese oxalate in a 
soluble oxalate B-Ox,contains the following species:-
(Mn)‘, (Ox)", (MnOx), (Mn0x2 )TI, (B)'.
If () represents molecular concentration,
(the activity coefficients ma/ be neglected in this 
equation since one bivalent ion occurs in both, 
numerator and denominator).
Since (MnOx) is itself approximately constant in 
saturated solution:
If TtSTI is the measured solubility of manganese 
oxalate.
tTAn is the molar concentration of B-Ox, then 
for values of "A" so high that the primary ionis­
ation of manganese oxalate is suppressed:
and:
(M n ) * (O x ) " ~h (MnOXp )TT
(MnOx) (Ox)"
(MnOx £ )I?
(Ox)TT 
(MnOx )d
?2
(MnOx)
const
(MnOx2 ) 11 ■«= S - (MnOx)
(Ox)TT - A +  f - (MnOx) - 2(Mn0x2 ) "
« A - S -h (MnOx)
A - S ^ (MnOx) 
S - (MnOx)
±2
( MnOx)
i • e A - S + (MnOx) » K2 S
(MnOx)
A+ Ko + -(MnOx)
Ni3W * thisis the equation of a straight line giving:- 
for S ~ 0 - A ~ K2-p(Mn0x) .......... .
The values obtained, by the extrapolation of fig.l, are;
0 .0 5 65 
3 = J,0015 (5) 
and hence: K^~ 0 .037 ,
This value of K?, though approximate, is sufficiently 
accurate to correct the apparent dissociation constant 
of the manganese oxalate derived from, conductivity 
figures at 18°G. The values obtained at 1 8° C for 
the saturated solution by conductivity methods and 
neglecting complex formation were:
(Mel) = (0x)n ~ . 1.955 3c 10“^
(MnOx) = 29.59 i 10'4
The approximate amount of complex ion is therefore:
(MnOxo) "  g 29. 59 x  7. 95 5 x  10~8
0 .0 3 7
= 0 .6 3  x  10-4
A closer approximation is:
28 .96  x  7 .325  x  10~ 8
0 .037
= p. 57 Ox 1p
The amount of anion converted into complex is:
In correcting the conductivity figures a knowledge 
of the mobility of the complex ion is required, as this 
is not known, it is assumed that the mobility is reduced 
by one third, i.e. from 60 to about 40. 8 conversion
will therefore reduce the average mobility of the anion 
by 0 .0 8 x 33 - 2-6 and since the mobilities of the 
cation and anion are approximately equal, the equivalent 
conductivity will be reduced by half this amount ? In 
the calculations based on the conductivity of the 
saturated solutions tie equivalent conductivity was taken 
too high and the idmin concentrations obtained from 
them were too low by 1.3/°.
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In the saturated solution therefore:
(Mn)".= 7.955 x 10_4-f 1.3J6 .= 8 .058 x 10‘ 4
(Mn0x2)* = 8.058 x 10' 4 xO,08 = 0.645 x 10-4 ‘
(0x)"= 8 .058 x 10' 4 xO.92 « 7.413 x IQ" 4
(MnOx) =(37.55 - 8.703) x 1Q- 4 = 28 .85 x 10“ 4
and 1 M L A M 1  = 2 .07 x 10-4
(MnOx)
also f*. .« 4. x 8.038 x 1G’ 4 ~ 32.234 x 1Q~4
yju' * 3. 68 x 10~^
Since the data obtained in the second part of this 
thesis shows thtt the constant in the Debye-Huckel 
equation may be taken as 0 .3 *.-
log.f2 .= - 4(/^. - ~ 0 .2272
i •e • K = f ^ (Midi (O x )
(MnOx)
1 .22 x 10'
1 .3 x 1 0“'
the complex formation is not taken into account
As compared with the. value 4 obtained when
BD3?C LU S I OI\TS.
1, Complex ion formation occurs in solutions of 
manganese oxalate according to the equation' :
MnOx+OxTT MhOxg"
2, The dissociation constant for the complex ion 
is 0.01?.
3 , When the auto-complex formation is tahen into 
account, the primary dissociation constant 
for manganese oxalate is reduced from :
1 .3 x 1 0 " 4 to 1 .2 2 x 10~4
SHE_S.0liIJBILITY OF BARIUM OXALATE I I  SALT SOLUTIONS.
Introduction.
In studying the activities of -strong electrolytes 
by solubility and other methods, the results have 
usually been in agreement with the requirements of the 
Debye-Huehe1 equation:-
—  log f. s 0 4^S| zp v/A1
(for water at 2.5° C) at low concentrations and with the 
Bronsted equation:-
log f. = 0,3. s.j ^2 ,/fl ~ ® p 
at somewhat higher ^concentrations.
Marked deviations have however been noticed, such 
as Thallous chloride (1 ), and with certain solutions 
containing ions of high valency (2 ) (3 ).
In the consideration of thse results it has been 
usual to consider that the salts are completely dis­
sociated biit for Ihallous chloride (4),Ihallous iodate
(3 )> it has been found that by making corrections for 
ionic association,the anomalies are removed and the . 
solubility of the salt concerned becomes a simple 
function of the ionic strength. The very much greater 
deviation of multivalent ions have been suecessfully 
treated by this process (6 ).
The- figures on barium oxalate presented in this 
thesis were obtained to:-
1) Further test the theory using a salt 
composed of multivalent ions.
2) Test the results obtained on manganese 
oxalate in the first part of this thesis,
3) Test the theorjr in the presence of 
manganese chloride'where considerable 
deviations from the Debye-Huckel theory 
are also to be expected,
4) To test the possibility of complex ion ' 
formation in~solutions of barium oxalate 
in the presence of soluble n x a l a t e s .
fc .i. Beholder  ^7 ) )
The main results, obtained have been to show 
that tfee marked ..deviations from the Debye-Hue he 1 
elation occur if. the complete dissociation of. 
the.salts is.assumed*, the application of correct­
ions for the, incomplete.dissociation reduces these 
anomalies considerably, without entirely.removing . 
them, and, the. behaviour of ,bi_fci valent. salts, of 
similar type, should.be studied before the. theory 
that all. salt solutions can.be treated from ih.e' 
standpoint, of equilibria be tween dissociated and 
undissociated Ions, governed.by the thermodynamic 
mass', action law, can be . regarded as confirmed. ■
It is definitely shown that there is no tendency, 
for barium oxalate to form complex ions in the*. " 
presence of soluble oxalates.
Experimental,
Preparation of Barium Oxalate, (2 EgQ),
/ Attempts .were- mad© to produce BaOx 2 H^Q, 
directly from, solutions of Barium Hydroxide and 
Oxalic acid by mixing equal volumes containing 
equivalent proportions as follows:-. “ .
... 10 gms, of Kpx was dissolved in water (1 .: .. 
litre), and 1 litre of Ba(OH)p solution (containing 
16 gms.) was dropped in drop by drop* .The precipi­
tate, obtained in this way was thoroughly.washed'by 
decantation ' with water and a constant solubility 
of 0,1249 gms,.. per litreat 25 G was obtained.
This,figure did not agree with previously 
obtained values Groschuf (1 ) v0,1 0 8), and Kohlrausch 
( 2 )  ( 0 ,1 0 3 3 )  ...
A further attempt to prepare, the salt was made 
by the method of E.Scholder (3)... Barium Hydroxide 
was dropped into an excess of Oxalix acid in. approxi­
mately E/10 solutions. The resuitant mixture of 
oxalates was boiled with » large,.excess of oxalic .. 
acid for 1y minutes and filtered* The filtrate was 
allowed to ckrystallise' and the crystals washed .; 
several . times by decantation, The salt obtained 
by this means corresponded to BaOx 2Eq0 by analysis 
and had a solubility in water of 0 ,10B8 gms, per 
litre at 2 3 ^0 .
The first salt prepared was apparently a mixture 
of BaOx|HgO and BaQxBRgQ corresponding to BaOx IH^O 
i.e.: ~
B&OxEHgO 4* EBaOxfHgO#
and such a mixture from Groschuffs figures (1 1) should 
have a solubility in water of 0*1240 gms.ner.litre#
It seems probable that BaOx IHgO does not exists but 
salts-reported as such are mixtures'of BaOx 2 % 0  and 
BaOxgSgO in the ab&ve proportions, which supports the - 
conclusions of deholder (1 0 ).
Solubility Apparatus,
The apparatus described in Section 1 of this 
thesis way used.
Analy11 o al Pro c e 3 ur e .
The method of analysis of the saturated solutions 
was the same as that already described, for the solid)iliiy 
of manganese oxalate, as was the preparation of the 
solvent solutions.
The solvent solutions used were potassium chloride 
and nitrate in strengths from 0.1 JST to 0,001h, to demon­
strate the behaviour of the barium oxalate in the 
presence of typical uni-univalent ions. 0.0111 to
0.0011T manganese and magnesium chlorides were used 
to investigate the applicability of the theory in 
the presence of uni-bivalent ions, and 0,211 to 0 .001E" 
solutions of ammonium oxalate were used to investigate 
the question of complex ion formation.
The results are tabulated in tables 2, 3, & 4.
Calculation of. Results.
The solubility product principle requires that:-
and the Debye-Hucfcel theory applied to barium oxalate 
at 2 5' C gives: -
i.e. at low concentrations the graph of log (mBam0x ) 
against Jjc should be a straight line of 
slope 4, Therefore it was required to hnow 
log (m-g8mox) and jjt for each solubility, considering 
the salt's as:
a) Completely dissociated.
hence:
log f' *= - 4
log (mBam0x ) 85 lo& s 0 + 4
b) Mahing allowance for incomplete dissociation.
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Taking the case of .0.111 potassium chloride 
as an example of the treatment for both considerat­
ions, we have:-
1) Considering the salts completely dis­
sociated*
concentration iLOl ^ . y.loO Q /litre.
r1 — 0*001118 8*i‘i*/litre.
Eence: log (Ba) (Ox) = 2 log (0.001118)= 6.0970
where ( ) represents molar concentration.
and: (Ba) = 0.001113 (Ba) zf = u.004472
(Ox) =■ 0.001118 (Ox) z„ =0.004472
(iC) - 0.1 IK) za = u.l
(Cl) = 0.1 (Cl) z2 =0.1
Where zf represents the valency of the ion concerned#
hence: 2ll = (Ba)z^-b (0x)z2 + (i£)zS -f (Cl}z^ '■ = 0.208944
U - 0.10447
- 0.3233V
2 j Making allowance for incomplete dissociation.
. the solution contains the following species:
• BaOx, KQx*, Ba*-' ' ux,!, K'\ Ul* , barium and
potassium chlorides being considered completely 
dissociated# (tf) (0 ).
V i^.
In addition, since the salt solutions used-were 
unavoidably exposed to the atmosphere, and so were in 
equilibrium with the carbon dioxide contained in it, 
the possibility, of applying a correction for the 
additional sneoies present was investigated. These 
fill be: ~
CiClg!’ (HgCOg) (Hi' & (HOxj ’
jrrom the equilibrium in water at 25 °0 (P s
J E U E ^ l *  -- 3 . 5 x  l u - 7 
. (HgCOg)
| (HCO3) * 4- (E2C03 ) ~ 1.4 x lu"5
1? -
aid from the ionic solubility in water. 
( fHHOx ) ’1 _ 5 x 10"**'*
{ ’TioiT1 ^
I - 4
( (Ox)"4 (EOil* a 4.55 x 10
also for electrical neutrality.
3 ... 2 (Baf 4. (H)* a 2(Qx)n + -h (HOxJ*
hence: (HO5 3 ) 1 -* 3.5 x 1.4 x 10
ml (HOx) 1 j. 4.55 x lQ~jj; x (H)’
5uux 10 ~-+'ThT
Bor a first approximation (H) may be taken as 
5.x 1 0 * hence:
(1003)* a 5.76 x 10"6 & (HOx)* = 4.5 x 10“6
- 6hence left hand side of equation 3. * 910.5 x 10
right " " " " 3.~ 911.3 x 10“6
%
i.e. (H) has been taken too small making (HOx)* 
slightly too large.
Since the total {H0x}f concentration is so.small# 
it may safely be taken as 5 x 10~6
A further test was made to test this value of - 
(HOx) 1 when applied to the ionic concentrations in
O.lil ECl .as follows:-
(H) being taken as 2,5 x 1Q~? & . ,
(Ox) {HOx) 11.18 xl0 I (Table Ho.fe.)
(HCOa)* = 3.5 X 1.4 x 10-1A  _ , ,~-7
(2.5+ 3.5) x 10 “ 0i*b x •L0
(HOx)’ = 2.5 x 10^° „ _ R n r in-7
o;rfTir5+“ 5— xo- 7 - 30 x 10
Hence the value (HOx)’ - 5 x 10“® may he taken as
a constant correction throughout, this correction 
however, is so small as to be negligible.
-  18
Returning to the barium oxalate solution, in 
the saturated solution at 25° 0 we have:-
£%* (Ba)(Qx)1t » 0.005 (from conductivity data)
■ (BaOx) *
i.e. log £+ -f log (Ba)(0-c);t ^ g 6930
CSaQxJ .
. - 4 ^  4 log (Ba)(0x)H » 3 .6'=
hence /£ and (Bp.0x) may he found by a series of 
approximations 'knowing the solubility to be;
O  , 0.000483 G.K./litre.
^  (HOxy0.000005 ” "
As.a first approximation let:
(Baf » 0.000455 -G.M.’/litre.
hence; (Ba) ~ 0*000455 G.M./litre.
(BaOx)~ 0.000028 " "
(HOx) - 0.000005 * ■ "
(Ox) r 0.000450 11 "
hence: ^ * g- (4Ba 4-40x4 HOx) ~ 0.001813
- 0.04258
hence: log (Ba) s log (BaOx) -h 4/JH -f 3.6990 - log (Ox)
•=•4.6633
(Ba) = 0.000461.
taking this value of (Ba)’as the starting point of a
second approximation and so on. it is found that in
water: _
log (Ba){Ox) « 7.3156 & 0.QG1819
(BaOx) s* 0.000023.
How in 0.13J 2CC1 solution, we haveL
4 , .  % ‘x f o i ” x (K)' (Ox)"_ _ _ _ _  . - ^ ^ r -
and since K and KGx* are .uni-valent ions, their 
activitj coefficients are? approximately equal.
hence; Z0 s fQx?f x (K ) (Ox )!1 . „
(HOx)1
i.e. log X0 a log (jTtOxj." - log fn .
1 KOx I UjC
1.858 - log (zf(Ox)u _ ^ x.OS f*'
applying Bronsted's equation and the known constants ; 
and also from conductivity data (1 2 )..
henee: ■ log UOx)' ■ a log (i£)fOx)” +• 1.05j* - (ajin.858)
fefinay "be found by a series of approximations as for the
saturated solution in water as follows;-
She solubility of barium oxalate in O.llf potassium 
chloride is 0.001118 O.M./litre.
da a first approximation let Kox » Q.uu004£ G.a./litre.
(BaOx) =* 0.OU0G28 0.M/litre.
. (KOx) ~ 0*000040 * .
(HOx) r 0.UUU005 "
(Ba) = 0.001090 " "
(Ox) r 0.001045 ” "
(K) a 0.099960 " rl
(Cl) a 0.100000 " "
hence; jU. s f (KOx -h HOx + 4 Ba + 4 Ox r K f Cl)
* 0.10427
0.5230
hence substituting this value of IP' in the above equation 
KOx s 'O.UOOQ42 * • k
fills value was used as the basis of a second approximation
and'so oh* until the assumed and calculated values agreed, f  
The values of the, ionic concentrations then gave; [
The other solubilities were then treated in the 
same way* In the ease of the aeries of potassium 
nitrate* allowance had to bo made for the incomplete 
dissociation of the potassium and barium nitrates, 
the equations derived from conductivity data and the 
Bronsted equation being:-
here values of (EOx) (E3D3) & (BalJOg) are assumed 
for the purpose of successive approxiraations as before.
{The values obtained a®e shown In table 14o• 1 and 
graphically in enrves nos.l and Z (fig»B*)
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. Discussion of results.
Curves 1 and Z, showing the results obtained 
on potassium chloride and nitrate calculated on the 
basis of 1 ) complete dissociation and Z ) allowance 
being made for incomplete dissociation, furnished 
typical examples of the application of the activity 
and mass action principles to the equilibria of 
salt solutions* At the lov^ er concentrations the 
curves are approximately linear and the slope is 4 . 
in agreement with the requirements pointed out above, 
curve ho.l, considering the salts completely. 
dissociated, does not tend to the limiting slope of 
4 v-iite so well as curve £0*2 in which allowance 
has been made for incomplete dissociation.
Extrapolating curve d o .2 the value of 7*143 
is obtained for the limiting value of log (Baf{Oxjw, 
hence at any value of; log/- (Ba}'fGx)n
log ff =log (3>i > (Ox)" - 7.143
fable so.3 shows values ofvtfi obtained from 
the curve and calculated.from the hrousted equation;
log f± = - 2 yp + B. ^
fhe value of the constant'3  being obtained 
as follows
As explained above, combining the solubility 
. principle and the Bebye-Huehel theory:
Z log i± -f log (Baj(Ox) 51 ~ log SQ
The Bronated equation gives;
. . log t± = - 0.505 z2|^ a J3.
I.e. : 2 log ffc. -*■ — 4 . U 4 4 23
hence: | log (Baj(Ox) ?1 - 4.04^ j - log 30 - 2Bft.
i*o* ( log (3a)(0x)‘T - 4. o4jp ] plotted against
should, give a straight line of slope SB. fhe value, 
of 3 obtained by plotting this straight line for the 
figures on potassium nitrate and chloride in thble ho.
was 1.8 6.
f f
fjtfrom
Bronsted
Equation.
ft
fsrfrom 
Uurve 2 .
0.05 U.0025 0.804 0.802
Q .1 0 0-0130 0.659" 0.659
0.15 0.0225 0.552 0.557
0 .2 0 0.0400 0.472 0.473
0.25 .. 0.^625 0.413 ' 0.412
0.30. - ■ 0.0900 0.369 0.369
0.35 0.1225
........ -  - i
0.337 0.337
. 'The very good, agroament between the two 
sets of values of ft extending as they do, from 
very dilute to comparatively concentrated 
solutions, demonstrates that the activity co­
efficients of barium oxalate may be expressed by 
the Debye-Muckel - Brousted equation provided 
allowance is raa^ e for Incomplete dissociation*
Curve Io*3- {fig El waa obtained for 
the remits obtained us *4# tmiHP-m a a chloride 
and it* n^ixm chlorl&e .solutions *, t&e solvent 
llplcin and ealerlatlng the values of log {BaHO^P 
and fji Qh th * * « mptitm of complete dies-a elation
as in the ex.e ol potassium chloride and nit rule*
'It *111 ho B80B tU t% the deviation from t m  ideal, 
curve is very considerable#
allowance for incomplete dissociation w&* 
made in a rather different manner * • fh® value
for the prim iry -lion ociatlon constunt was' calculated 
from the solubility figures ,uU tnw value of the 
constant obtained in the.-earlier > *rt of tale thesis• {for 
manganese cu'dUfe* u u* used in m, Using alio mace for - 
the liormiion of comoie^ Iona*
uis en ex eveIb of thia treatment the figure of 
0*011133 0*:7litre for ino Hol$bilit^ of barium 
osfLate in a & /lution of chloride containing
0*0)51 BO 0* M/litre bo given*
u» for tne potassium chloride and nitrate
.008*(3aQxh*0»o >
Hsacet (Safs 0. .-3..103 - o.flOdOSO = U.03207S S.M/lltru.
ii a first a 'uroxlm*tio& the value of 
log'{Bal'fOac)* m.17 be taken aa 7#&8£0 from curve Io#B# .
Henoes log(Ox)* s logCBalfOx)*5 *» log (3a)
{Ok)n ~ 0XX)018d
not allowing for the formation of I10a0%)
■■' M n O x 1 - 3 v ’*» O x ft
- a*'D31B81
ilh' - o *odoibo -
' ’ 9:0*003329
Bma® a close approximation to ilia value of the MnOSa 
is calculated from the equations
Hence: (MhOxg) s* 0.000009
The corrected valu© for ftSnOx) 1 is then;
(Ba) - (OxJ” - Z (MnOXg) e 0,001873 
and for . (Mh)” •
0,005120 - i m o x ) *  .* iimxz)'
. ._=■ 0.003238 
henee:ju, « 0.01611 
and Jy, » 0.127
fron curve Ho.2 the corrected value of log (Ba)(Ox) 
corresponding to >/p is 7.5810
Henoe repeating the above calculations:
(Mnf =. 0.003238
(Os)" =• 0.000184
(BnOx)*= 0.001873
and (ttnf(05)2o.000318
(InDx)*
Hence K - fi (Mn)"(Ox)"
li 1 »*mmwi> nin.wur. n ■»*■■»■■»
TBnOxj*
' O
and f"l may b©_found from the Bronsted 
equation log f+ a - 2 jp *f 1 .8 6 ju. already derived 
above, ~ ’
In the ease considered log f* was found to be 
1,776, hence; ~~
Ksl.13 x 10' 4
The results obtained for manganese chloride are 
tabulated in table Uo.3 together with those for 
magnesium chloride, in the latter ease no 
correction for complex formation was possible, the 
calculation otherwise being the same as for manganese 
chloride.
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Disscussion of results
From curve Ho*3.it is apparent that, when 
the. salts present are considered to be completely 
dissociated, marked deviations occur from the 
theoritical requiremente of the Debye-Huckel theory#
fhe approximately constant values for "X*' 
obtained when allowance is made for incomplete 
dissociation shown in table ho,3 show that the 
anomalies brought out by curve ho. 3 are practically 
removed when the necessary corrections are made#
In the case of the third determination in 
both series, the value of "K11 obtained does not 
agree so well with the other determinations, but 
allowance must bo made for the great dilution 
of the solutions used, and the resulting increase 
in prominence of experimental error.
Ignoring these points of weakest dilution 
the primary dissociation constant for manganese 
oxalate 1 .1 2 x 10""" and for magnesium oxalate ,
2#6 x 1Q~**, compared with the values 1,3 x 10~
and 3,7* x 10*  ^respectively, by conductivity 
measurements {2, Section l)A^and in the case of 
manganese oxalate 1*22 x 10 by direct solubility 
measurement as reported in the earlier part of 
this thesis#
It will be seen that in the cs.se of magnesium 
oxalate the values of the dissociation constant 
obtained by the two methods do not show shch good 
agreement as those for manganese oxalate, but it 
must be remembered that no corrections for any 
auto-complex formation has been made, and such 
formation would probably have a more marked effect 
in one case than in the other giving rise to the 
disagreement#
-  <56 *
Possibility of the formation of.complex Barium oxalate 
ions in the presence of soluble oxalate#
fable &o.4 and the curve in figure 3 show 
the figures obtained for the solubility of barium 
oxalate in solutions of ammonium oxalate#
T A B !  a 10.4#
Cone# Ammonium 
Oxalate 
G.M per litre*
Barium Oxalate 
G.M per 'litre, 
x 10*
0.0986 0 .0 00 0
0.0493$- 0 .0 0 0 0
0*00491 0.4998
0.00258 Q*7uQ0
0.00054 3.9300
Discussion# "
It will be seen that the curve falls away 
- rapidly to a negligible solubility and shows no 
tendency to rise again at higher oxalate concen­
trations# this is a n ’example of the typical ■ 
solubility of s salt in solutions containing a 
common ion-and may be compared with the rising 
curve obtained when complex formation occurs, 
as in the case o manganese oxalate in the 
earlier part of this thesis# It may be concluded 
that barium oxalate shows no tendency to form 
complex ions in iae presence of soluble oxalates, 
at least until very high concentrations are reached*
Solubi OxaJ3ar in so ions
Oxa'
M,
CDICILU3IQI3*
fh© activity coefficients of barium oxalate 
has been investigated by means of solubility measure- 
meats and the application of the Bebye-Huekel and 
Brousted equations and the following conclusions 
may be drawn:-
1) In the presence of simple uni-valent 
salts the results wore in fair agreement ' 
with the theoritical requirements', when 
the salts were considered completely 
dissociated, but a better agreement was 
obtained when allowance, was made for 
incomplete dissociation.
2) When uni-bivalent salts were employed 
very marked deviations occurred when no 
allowance was made for incomplete 
dissociation, but the anomalies were 
removed when allowance for this was made and 
the solubility shown to be a simple function 
of ionic strength*
3). Q?he dissociation constants for manganese . 
and magnesium chlorides have been indirectly, 
determined by solubility measurementst and 
proved to agree fairly well with those 
obtained by other methods (c.f. earlier 
part of this thesis and ref.3 seetionl.)
4) It has been shown that, unlike manganese 
oxalate, barium oxalate shows no tendency 
to auto-complex formation in the presence 
of soluble oxalate.
Tin soxuBiiirr 01 barium mouths iisr sal? solutions*
Some figures for the. solubility of barium 
brornate in water and solutions of potassium nitrate 
brornate, and barium nitrate, obtained by Harkins (1) 
were submitted to the same treatment as those on 
barium oxalate \ section . B of this^thesis ), namely 
tne valu-e of ^  and .log . {Ba)(BrOg)^ were obtained 
assuming complete dissociation e:nd making allowance 
for incomplete dissociation*
Since barium brornate dissociates in accordance ; 
with the equation,,
JBu (BrO 3 ) £> Ba ■+> B BrO *3
The solubility product principle gives,
f(3a).fa(Br03 >.m3am3 r0 3 =s S0 .
and applying the Breasted equation,
log £ (Ba) -=* - S^ifF ^ ^ I*’
los ~ A'ft + B* p
log 30 z* (log 2 log ') ** Jp )+ )
i.e. at low concentrations where the term jMB-f-BB*) 
is so small as to be negligible, the curve of 
log {Ba) (BrOgf^against \!p should be a straight line of 
slope (A l EA*} i.e. 3.
The c alculations were made in the same manner 
as for barium oxalate, the figures of Righellato and 
Davies {IB, section B) being taken for the conductivity 
data required as before.
‘*h9 r esuits are shown in table Ho.l and curves 
1 and Z* {figure 4.)
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Solubility of 3arinm 3rornate in so utioms of
a^riuija Nitrate, 
potassium. jjitra 
IT - iroma
alUB . considered comp 
I.lowance biing made
ete~l3 dissociated.! .
'or incomplete ;cjis sociiatiq
An additional test ior the method of treatment 
was applied by calculating the activity coefficients 
from curves 1 and 2 and comparing the values,obtained 
with average values previously obtained tor uni-bivalent 
salts (3). In this paper the authors found that- the 
plot of log f* against 4^1 for a number of uni~biv&lent 
salts followed a common curve , when allowance was made 
for incomplete ionic'dissociation, whereas when no 
such all:«wane© , made each salt followed a character­
istic curve. .
This freatmont was as follows:
Since 3 log + log (Ba)(BrO^) =r log 30 
and the Brensted equation gives:
which is the equation of a straight line, the slope 
being 3 3# Having obtained -the value of B and S0 
from this curve, then log f±.may be calculated 'for 
various values of *tfrom the Bronated equation.
2 ) 2'or incomplete dissociation* 
log 3 1.01yp - 0.77/*-
The results of the calculations are given in 
table Ho. 2 compared with those taken from the • 
original pacer (3), and graphically in curves 1, 2 and 
3 (fig.5.)
,Br
The actual equations obtained being 
1 ) For complete dissociation*
log £/. » l.OljS. - 0 .5 9 fo
f A B i i  m a #
log ft. leg fi log S+
assuming ■ allowing Average*
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'DISCUSSION OF BEBU1T3*
In considering the solubility ox barium 
bromate in salt solutions by the two methods
!•©• assuming the salts to be eompletdyiisaociated 
and making allowance for incomplete dissociation, 
it would appear from curves 1 and 2, (figure 4.) , 
that no conclusions could be drawn, since both 
curves can be reconciled with the limiting elope of 
3 required by the Debye-Huckel equation* reference
to table 30*2 and figure ho*5, however, shows that 
the equilibria between undissochted and dissociated 
species must be taken into.account, since it will be 
seen that values of log 1% obtained assuming the 
salts completely dissociated, although agreeing 
fairly well with the average values at lower ionic 
concentrations , rapidly deviates at higher concen­
trations, while values obtained when incomplete 
dissociations is taken into account follow the 
average values fairly well over a very wide range 
of ionic concentrations*
eoBcmjiOH*
In studying the available data for the 
solubility of barium bromate in salt solutions by 
means of the Debye-Jiuelrel equation, and the Bronsted 
extension of this equation, the requirements of the 
equation are followed more closely if the solutions 
are considered from the standpoint of equilibria 
between dissociation and undissociated salts than 
if the components are considered to be completely 
dissociated*
H3FEH3HCE3
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THE EXTENT OF DISSOCIATION OF SALTS IN 
WATER. PART IV .: BI-BIVALENT SALTS.
In  previous papers h 2, 3 of this series the behaviour of uni-univalent and 
uni-bivalent salts in water up to concentrations of about o ‘$JV has been 
examined. For each class a standard of behaviour was established by the 
fact that the conductivities of many salts in each group obey an extended 
form of Onsager’s equation; departures from this standard of behaviour 
(which were always in the direction of an abnormally large decrease in con­
ductivity with increasing concentration) were attributed to incomplete 
dissociation, and the dissociation constants calculated on this basis were 
found to explain other anomalous properties of the salt solutions con­
cerned.2' 8> 4> 5 In the present paper the dissociation constants of some 
further bi-bivalent salts are reported
For a bi-bivalent electrolyte in water at 180 Onsager’s equation is: 
A x =  A0 -  (142-8+ 1-272 A0) s j c t, where A0 is the equivalent conductivity 
of the salt at infinite dilution, and is the sum of the mobilities of the 
ions at an ion-concentration Ct (g-equivs. per litre). For an incompletely
1 D a v i e s ,  T ran s. F a ra d a y  Soc.,  23, 3 5 1 ,  1 9 2 7 .
2 R i g h e l la t o  a n d  D a v i e s ,  ib id . , 26, 3 9 2 ,  1 9 3 0 .
3 B a n k s ,  R i g h e l la t o  a n d  D a v i e s ,  ib id .,  27, 6 2 1 ,  1 9 3 1 .
4 B l a y d e n  a n d  D a v i e s ,  f .  Chem. Soc., 9 4 9 ,  1 9 3 0 .
5 D a v i e s ,  ib id .,  2 4 1 0 ,  2 4 2 1 ,  1 9 3 0 .
B y  R .  W .  M o n e y  a n d  C e c i l  W .  D a v i e s .
Received 2 6th May, 1932.
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d issociated  salt the  equ ivalen t conductiv ity  is sm aller th an  Ax, an d  the 
degree o f dissociation, a, is given by a — A/Ax. I f  A0 is know n from  the  
m obilities o f th e  ions concerned, Ax an d  hence  a may be found by a  short 
series of approxim ations, or by the  m ethod  o f B anks,6 an d  th e  d issociation
constan t o f the  salt is given by : K  =  A _J L _  where m  is the  m olar
concen tra tion  a n d / ± is th e  m ean  activ ity  coefficient o f th e  io n s ; the  la tte r 
is calcu lated  from  the  D ebye-H iicke l equation  : -  l o g / ± =  2-80 JCt. A t 
250 O nsager’s equation  is : A^ =  A 0 -  ( i-2 8 4 A 0 +  169-1) *JCit an d  the  
D ebye-H iickel equation  becom es : -  log f± =  2-84 JC{.
Calcium Sulphate.—T w o series o f m easu rem en ts7*8 are available for 
calcium  su lphate  a t 180 an d  are  shown, with the  results of the  calculations, 
in T ab le  I. T h e  lim iting equ ivalen t conductiv ity  o f the  salt was ta k e n 9 as 
119-3.
T A B L E  I .
C X IO«. A . a. K.
H a r k i n s  a n d  P a i n e  . 1 -0 0 1 3 1 1 6 -2 8 0 - 9 9 9
rgg86 113*43 0 - 9 8 4 6 0 - 0 0 5 3
4 -9 8 7 1 1 0 9 - 0 0 0 - 9 6 6 2 0 -0 0 5 2
9*9755 1 0 3 -8 2 ° ' 94i 5 0 - 0 0 5 1
M c G r e g o r y 1 1 1 4 -9 0 - 9 8 7 3 0 - 0 0 3 4
2 1 1 3 -8 0 -9 8 8 1 0 - 0 0 6 8
5 1 0 9 -3 o * g 6 8 i 0 -0 0 5 5
1 0 1 0 4 -3 0 - 9 4 5 0 0 - 0 0 5 5
T h e  values of K are  satisfactorily c o n s ta n t; th e  m ean value is 0-0053.
Cobalt and Nickel Sulphates.— M easurem ents have been  m ade by 
F ra n k e 10 a t 25°. M obilities a t this tem pera tu re  a re  no t accurately  k n o w n ; 
th a t of th e  su lphate  ion has been  taken  as 79, w hilst values for C o (5 5 *5) 
a n d  N i (56-2) have been  estim ated  from F ran k e’s conductiv ity  m easurem ents 
on th e  chlorides.
T A B L E  I I .
C x  1 o'*. A . tx. K.
C o b a l t 9 -7 6 8 1 1 5 -1 0 - 9 1 4 9 0 -0 0 3 3
S u l p h a t e  . 19*53 1 0 7 * 2 0 - 8 7 5 0 0 - 0 0 3 5
M e a n : 0 - 0 0 3 4
N i c k e l 9 -7 6 8 1 1 7 -4 0 * 9 2 8 1 0 - 0 0 4 0
S u l p h a t e  . 19*53 1 0 9 -3 o - 8 8 8 o 0 - 0 0 4 0
M e a n  : 0 - 0 0 4 0
Calcium Oxalate.— S c h o ld e r11 has d eterm ined  the co ncen tra tion  an d  
th e  conductiv ity  of a sa tu ra ted  so lu tion  of th e  m onohydrate  a t 180. T h e  
concen tra tion  is 0-094 x 1 0 “  3 g-equivs. per litre, an d  the  conductiv ity ,
6 B a n k s ,  f .  Chem. Soc., 3 3 4 1 ,  1 9 3 1 .
7 M a c G r e g o r y ;  Landolt-Bornstein Tabellen, 7 4 6 ,1 1 9 0 5 .
8 H a r k i n s  a n d  P a i n e ,  J .  Am er. Chem. Soc., 41, 1 1 5 5 ,  1 9 1 9 .
9 D a v i e s ,  Conductivity o f  Solutions, p .  1 8 1 ,  1 9 3 0 .
10 F r a n k e ,  Z . physika l. Chem., 16, 4 6 3  1 8 9 5 .
11 S c h o l d e r ,  Berichte, 60, 1 5 1 0 ,  1 9 2 7 .
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after applying the hydrolysis correction described in the preceding paper, is 
104-6. Taking9 A0 as 112-8, these figures g ive: a =  0-9500, K  — 0-00075. 
Scholder’s two determinations do not show very good agreement, however, 
and probably the true values may be as high a s : A =  106-7, a — 0-9692, 
K  =  0-00127. That the uncertainty is so great is due to the high dilution 
and the magnitude of the solvent correction; the value K  =  o-ooi will be 
adopted.
Strontium Oxalate.— Scholder gives the figures; C — 0-672 x 10 _ 3 
g-equivs. per litre, A =  99 'i  ; applying the hydrolysis correction makes the 
latter figure 99*9. T aking2 A0 =  i i5 'o  gives a =  0-927, K  =  0-0029.
Barium Oxalate.— A series of measurements on this salt has been 
made by Scholder, beginning with the saturated solution, to which known 
amounts of water were added. The results are given in Table III., A0 
being taken 9 as 116-6.
T A B L E  I I I .
C x  i o 1 1 -7 2 4 -1 2 5* i5 5-88 6 -8 6 7 -7 2 1 0 -2 9
A 1 1 4 -8 1 0 8 -3 1 0 6 -7 1 0 5 -8 1 0 4 -6 1 0 3 -4 1 0 0 -7
a >1 0 -9 7 8 0 -9 7 0 0 -9 6 4 0*959 0 -9 5 1 0 - 9 3 6
K 0 - 0 0 6 7 0 - 0 0 6 0 0 - 0 0 5 6 0 -0 0 5 5 0 - 0 0 5 1 0 - 0 0 4 7
There is a pronounced drift in the figures, but this is not surprising in view 
of the great difficulties of the w ork; in the most dilute solution the solvent’s 
conductivity amounts to 12 per cent, of the whole, and the smallest con­
tamination in the transferences of liquid would lead to high values for A 
and K . The value for the saturated solution is probably, therefore, the 
most reliable.
Oxalates of the Transitional Metals.— Dilution curves have also 
been obtained by Scholder and his co-workers 11> 12 for the sparingly soluble 
oxalates of Mn", Fe”, Co", Ni, Zn and Cd. For all these the measured 
conductivity is abnormally small, and this is attributed by the authors to 
complex anion formation according to the equation
C 20 4"  +  M C A  -> [M (C A )2]"-
In most cases, however, we find that the conductivity figures give no 
evidence of this. For an extremely stable complex anion, an example of 
which has been reported by Sidgwick and Lewis,13 the ionisation reaction 
is 2MA M " +  MA2", and since the number of molecules is unchanged 
by dilution the conductivity will also be approximately constant; the 
apparent dissociation constant, calculated in the ordinary way, will therefore 
increase in proportion to the concentration. Such an extreme case is not 
likely to be found at high dilutions, but it will be evident that if increase 
in the concentration of a salt is accompanied by marked amounts of com­
plex ion formation, this will evidence itself in a rising value of the dissocia­
tion constant. This is not found for the Zn, Cd, Mn, and Co-salts. Table 
IV. shows the data for cadmium oxalate (A0 =  107-4) and is typical of the 
results obtained.
Some of the results for the more soluble manganese oxalate (A0 =  107-0) 
are given in Table V.
12 S c h o l d e r  a n d  L i n s t r o m ,  B en ch te, 6 3 ,  2 8 3 1 ,  1 9 3 0 .
13 S i d g w i c k  a n d  L e w i s ,  J .  Chem . Soc., 129, 2 5 3 8 ,  1 9 2 6 .
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T A B L E  I V .
C  x  i o 4 0*3 1 1*24 1 -9 9 2*8 4 3*3 i 3*72 4*97
A 1 0 6 -3 8 3 -8 73*8 66*5 63*5 6 1 - 4 55*2
« > 1 o * 8 o i 0 * 7 1 0 0 * 6 4 2 0 - 6 1 4 o *594 o *537
K  x  i o 4 1 -7 6 1 -4 8 i *37 i *35 i *34 1*25
T A B L E  V .
C  X TO4 0 - 4 9 7 1 - 9 5 0 4 - 6 9 0 8 * 8 4 0 1 8 -7 8 4 2 - 9 2 7 5 - 1 0
A 97*9 74’7 57*9 4 6 - 6 35*7 25*5 20*3
a, 0 -9 3 2 0 -7 2 1 0 * 5 6 5 3 0*4590 o -357i 0 - 2 6 1 1 0 - 2 1 1 9
K  x io4 2*83 i *54 i *39 i *33 i *34 1 -2 8 1 -2 7
Here only a few of our calculations are reproduced; actually, Scholder and 
Linstrom measured the conductivity of nineteen solutions in the concentra­
tion range 0*0002 — 0*0075^  an<3 for all these measurements the irregular 
variation in Allies between the limits 1*39 -  1*26 x io  ~ 4.
With both these salts, as also with zinc oxalate and cobalt oxalate, the 
values of K  are satisfactorily constant, when allowance is made for the 
difficulties of the work. Indeed, the figures for manganese oxalate, extend­
ing as they do from high dilutions down to a degree of dissociation of only 
20 per cent., provide a particularly good example of a typical weak salt the 
simple ionisation of which conforms to the law of mass action. The figures 
for these salts therefore leave little room for doubt that the abnormally low 
conductivities of the saturated solution are due primarily to the presence of 
electrically neutral molecules. At the same time, it must be agreed that 
the oxalates do evince a tendency to form complex ions in the presence of 
soluble oxalates; this is shown by Scholder’s other work, and is being 
investigated by us by means of solubility measurements. I t may well be, 
therefore, that auto-complex formation does occur to a small degree in the 
saturated solutions we have considered but that its influence on the con­
ductivities is obscured by a compensation of errors. Even though this be 
so, the constants we have derived for the primary process of dissociation 
will not be greatly in error, and can be accepted for the purpose of making 
a general survey of the extent of dissociation in bi-bivalent salts.
For the two remaining salts, the conductivities do provide evidence of 
auto-complex formation. For ferrous oxalate the “ dissociation constants ” 
increase steadily from 2 x 10 ~ 5 in the most dilute solution (C=  3 x 10 ~ 5) 
to 5 x 1 0 _ 5 in the saturated solution (C =  49 x 10 ~ 5);  the true 
increase, after allowing for unavoidable contamination" of the solutions, is 
probably greater. This shows that the ferro-oxalate ion is very stable, as 
of course is known from other evidence, and indicates that the primary 
dissociation constant of ferrous oxalate is less than 2 x 1 0 - 5 . Nickel 
oxalate also shows an increasing dissociation constant over the limited con­
centration range available for study, and the true dissociation constant must 
be less than 5 x 1 o “  6.
Discussion of Results.
The results of these and earlier calculations are collected in Table VI., 
to which some results of Riley and F isher14 and Ives and R iley15 for the
14 R i l e y  a n d  F i s h e r ,  J .  Chem . Soc.,, 1 2 9 ,2 0 0 6 ,  1 9 2 9 .
. 15 I v e s  a n d  R i l e y ,  ib id .,  1 9 9 8 ,  1 9 3 1 . .
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malonates at 2 50 have been added. Riley and co-workers employed 
Ostwald dilution formula constants in their studies of these salts; for better 
comparison we have recalculated the data to the same basis as the other 
figures.
T A B L E  V I .— K  x  i o 4 f o r B i-b i v a l e n t Sa l t s.
Sulphate. Oxalate. Malonate.
M g 6 3 3 7 1 6
C a 53 1 0 —
S r 2 9 —
B a — 47 —
M n — 1 ‘3 —
F e — < 0 * 2 —
C o 34 0 - 2 0 —
N i 4 0 < ° '° 5 0 7 3
C u 45 — 0 -0 2 5
Z n 45 0 -1 3 2-1
C d 38 1*3 5"1
Attention may be called to two points brought out by this table. One 
is the great differences that exist among the dissociation constants. Cow- 
perthwaite and La M er16 have shown that the Gronwall, La Mer and 
Sandved extension of the Debye-Huckel equation will explain the behaviour 
of zinc and cadmium sulphate solutions on the basis of ionic radii derived 
from crystal structure measurements; it will be obvious that this treatment 
could not be successfully applied to other salts, e.g., copper malonate.
The other noteworthy feature of table VI. is the series of values for the 
oxalates of the alkaline earth metals, and it is interesting to compare these 
values with those of other salts of the alkali and alkaline earth metals. The 
nitrates, sulphates and some other salts of the alkali metals show the more 
ionic association in water the greater is the atomic number of the metal.1’ 3 
The same is true of the alkali metal salts so far investigated in methyl and 
ethyl alcohols; H artley17 has correlated this apparent regularity with the 
corresponding increase in the mobility of the cation, and suggests that ionic 
association in these hydroxylic solvents is greatest for cations of small 
(solvated) diameter. Turning to the salts of the Group I Ia metals, for 
which the ionic mobility again increases with atomic number, a similar 
position seemed to be revealed by the earlier figures; the dissociation 
constant of the nitrate is smallest for barium and greatest for magnesium, 
and the same is very possibly true of the sulphates.
The behaviour of the oxalates is in striking contrast with these regu­
larities, since the dissociation constants increase uniformly from magnesium 
to barium. Although quantitative data are only available in this instance, 
it is unlikely that the oxalates are unique; they seem to be resembled by 
the hydroxides in water, and by the thiocyanates in methyl alcohol18; un­
fortunately there are no data for these salts in water. The comparisons 
show, therefore, that even for a restricted group of typical salts such as 
those of the alkali and alkaline earth metals in water, ionic association 
cannot be explained in terms of ionic radii alone, whether hydrated or non­
hydrated radii are used. On the other hand it must be agreed that a fuller
18 C o w p e r t h w a i t e  a n d  L a  M e r ,  f .  A m er. Chem. Soc., 53, 4 3 3 3 ,  1 9 3 1 .
17 S i r  H .  H a r t l e y ,  Chem istry a t  the C entenary M eetin g  o f  the B ritish  A ssociation, 
p . 2 5 , 1 9 3 1 .
18 U n m a c k ,  M u r r a y -R u s t  a n d  H a r t l e y ,  Proc. R o y . Soc., 127A, 2 2 8 ,  1 9 3 0 .
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explanation in terms of the relative co-ordinating tendencies of anion and 
solvent molecule for a given cation demands more knowledge than we 
possess at present of the various factors involved.
Summary.
The dissociation constants of some bi-bivalent salts in water have been cal­
culated from conductivity measurements, and are found to vary between wide 
limits. For some salts of the Group IIa  metals the dissociation constants decrease 
regularly from magnesium to barium, whilst for others the reverse order is found 
to hold.
Battersea Polytechnic,
London, S .W . 11.
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